Monte Carlo statistical mechanics simulations, density-functional theory calculations, time-resolved photoacoustic calorimetry, and isoperibol reaction-solution calorimetry experiments were carried out to investigate the solvation enthalpies and solvent effects on the energetics of the phenol O-H bond in benzene and acetonitrile. A good agreement between theoretical and experimental results is obtained for the solvation enthalpies of phenol in benzene and acetonitrile. The theoretical calculations also indicate that the differences between the solvation enthalpies of phenol (PhOH) and phenoxy radical (PhO • ) in both benzene and acetonitrile are significantly smaller than previous estimations based on the ECW model. The results for the solvation enthalpies are used to obtain the O-H bond dissociation enthalpies in benzene and acetonitrile. For benzene and acetonitrile, the theoretical results of 89.4 ( 1.2 and 90.5 ( 1.7 kcal mol . A detailed analysis of the solvent contributions to the differential solvation enthalpy is made in terms of the hydrogen bonds and the solute-solvent interactions. Both PhOH and PhO
Introduction
The homolytic dissociation of the O-H bond in phenol leads to the formation of the phenoxy radical (PhO • ), which is an important intermediate in the combustion of many aromatic compounds, [1] [2] [3] [4] green plant photosynthesis, 5 biocatalysis, 6 and protein redox reactions. 7 The energetics of the PhO-H bond in solution and in the gas phase is a central piece of information, important to understand the mechanisms of those processes. The gas-phase bond dissociation enthalpy of phenol, DH°(PhO-H), has been determined by several experimental 8 and computational methods, 9 the recommended value being 88.7 ( 0.5 kcal mol -1 (371.3 ( 2.3 kJ mol -1 ). 8 On the other hand, the energetics of the corresponding homolytic cleavage in solution, DH°s ln (PhO-H), has also been probed through several experimental techniques, 8, 10 and the values are always higher than the gas-phase result. Scheme 1 or eq 1 shows the relevant quantities to consider when one wishes to relate those two sets of data.
The main difficulties of applying eq 1 are related to the lack of data for the solvation enthalpies of the phenoxy radical and the hydrogen atom. A way to avoid the first of these problems was suggested by Wayner et al: 11 because we are dealing with the difference ∆ sln H°(PhOH,g) -∆ sln H°(PhO • ,g), it seems reasonable to assume that this is simply given by the enthalpy of the hydrogen bond between the phenolic compound and the solvent (S). Although there are several experimental studies in which the energetics of PhOH‚‚‚S intermolecular bonds were determined, 12 we have found that the so-called ECW method, developed by Drago and co-workers, 13 provides an alternative and direct way of estimating that bond enthalpy in many solvents. 8, 14, 15 Regarding the enthalpy of solvation of the hydrogen atom, it is usually identified with the enthalpy of solvation of H 2 , which is nearly constant for organic solvents (1.2 ( 0.2 kcal mol -1 ). 8 However, it is important to stress that this value becomes redundant when the PhO-H gas-phase bond dissociation enthalpy relies on DH°s ln (PhO-H) obtained from photoacoustic calorimetry (PAC) experiments. Although this methodology is explained in detail elsewhere, 10, 15 it is easy to justify: the PAC-derived value for DH°s ln (PhO-H) depends on the assumption accepted for the solvation enthalpy of the hydrogen atom, and when eq 1 is applied to evaluate DH°-(PhO-H), ∆ sln H°(H • ,g) cancels out. In other words, DH°(PhO-H) will depend only on the differential solvation enthalpy ∆ sln H°(PhOH,g) -∆ sln H°(PhO • ,g).
From a theoretical perspective, the modeling of solvation of free radicals is difficult because the interactions between radical species and solvent molecules are not well-known. 16 Usually, two different theoretical approaches have been adopted to study the solvation of radical species. The first one is based on "microsolvation" in small clusters, 9, [17] [18] [19] [20] [21] [22] and it has been applied to a variety of free radical systems. The second approach is based on statistical mechanics simulations and has recently been applied to study the differential hydration of phenol and phenoxy radical. 23 In the present work, we report theoretical and experimental results for the solvation of phenol and phenoxy radical in benzene and acetonitrile. Our main purpose was to obtain the solvation enthalpy of these species in nonpolar (benzene) and strongly polar (acetonitrile) liquids and to use these results, together with data obtained by photoacoustic calorimetry, to derive the PhO-H bond dissociation enthalpy in solution from the gas-phase value or vice versa. Initially, we performed density-functional theory (DFT) calculation for the energetics, structure, and electronic properties of microclusters of phenol and phenoxy radical with one and two solvent molecules. We found that this approach is also useful to understand and parametrize the interactions between the solvated species and the solvents. Statistical mechanics Monte Carlo (MC) simulations were then carried out to analyze the structure and thermodynamics of the solutions and the relationship between the solvation enthalpies of phenol and phenoxy radical, which were then used to bridge the energetics of the phenol O-H bond in solution and in the gas phase. Thermodynamic perturbation theory [24] [25] [26] [27] calculations were also carried out to evaluate the difference between the solvation Gibbs energies of phenol and phenoxy radical in benzene and acetonitrile.
Procedures
Density-Functional Theory Calculations. The structures of phenol and phenoxy radical clusters with one and two molecules of benzene and acetonitrile were fully optimized by DFT calculations. These calculations were based on the Becke's threeparameter B3 28 with the Lee, Yang, and Parr (LYP) 29 correlation functional. Full geometry optimizations were carried out with the 6-31G(d,p) basis set. 30 Single-point energy calculations with the 6-31+G(d,p) 30 and 6-311++G(d,p) basis set 31 are also reported. Binding energies of the clusters were corrected for basis set superposition error (BSSE) by using the counterpoise method 32 including the fragment relaxation contributions. 33 The DFT calculations were carried out with the Gaussian 98 program. 34 The optimized structures are shown in Figure 1 (phenol and phenoxy radical with benzene) and Figure 2 (phenol and phenoxy radical with acetonitrile). The results of these calculations were used to parametrize the atomic charges for the MC simulations and to discuss the microcluster (or microsolvation) model applied to phenol and phenoxy in benzene and acetonitrile.
Monte Carlo Simulations. Monte Carlo simulations of phenol and phenoxy radical in benzene and acetonitrile were carried out in the isobaric-isothermal (NpT) ensemble 35 at T ) 25°C and p ) 1 atm. The interactions between two molecules a and b were described by a Lennard-Jones plus a Coulomb contribution, with parameters i , σ i , and q i for each atom:
The Lennard-Jones parameters for the phenol molecule and phenoxy radical are those proposed by Jorgensen and Nguyen for pure liquid phenol. 36 For the benzene molecules, the geometry and interaction parameters for the twelve-site model are those proposed by Jorgensen and Severance. 37 This model describes quite well the properties of pure liquid benzene. For acetonitrile, we have adopted the six-site model proposed by Böhm et al. 38 In all simulations, the molecules have a rigid geometry. Long-range corrections to the Lennard-Jones interactions were included. The geometry of phenol (planar form) and phenoxy radical were obtained from DFT optimizations. The internal rotation of the phenol O-H group, which is related to an energy barrier of 2.55 kcal mol -1 , 39 was not included.
The Coulombic interactions between the solutes (phenol or phenoxy) and the solvents (benzene or acetonitrile) were derived by fitting the charges of the solute to the electrostatic potential 40, 41 in small clusters with two solvent molecules (see Figures  1 and 2 ). The fit used the Merz-Kollman procedure. 40, 41 The calculation of the solute charges in the clusters takes into account, at least partially, the polarization of the solute by the solvent charges. With the use of this method, the phenoxy radical charge distribution is slightly asymmetric, but we have verified that it leads to essentially equivalent solute-solvent interactions if a symmetrized charge distribution is used. The charges were calculated at the B3LYP/6-311++G(d,p) level with B3LYP/ 6-31G(d,p) optimized geometries. We have not taken into account how polarization effects induced by the solutes may influence the solvent charge distribution. The solvents are being represented by nonpolarizable interaction models. However, we believe that polarization induced by the solutes will affect mainly the solvent molecules in the first coordination shell. Moreover, they will possibly cancel out when we consider the differential solvation of phenol and phenoxy radical, because it can be expected that they are similar for both species.
The interaction parameters are reported in Table 1 , together with the gas-phase dipole moments (µ g ) of phenol and phenoxy radical and the dipole moments in the clusters with two solvent molecules (µ cl ). We note that µ g for the phenoxy radical (4.07 D) is significantly larger than the gas-phase dipole of phenol (1.39 D), which is in very good agreement with experiment (1.4 D). 42 We find very small variations of the phenol and phenoxy radical dipole moments in the clusters with two benzene molecules relative to the isolated species. For example, the dipole moment of phenol in the cluster with two benzene molecules is 1.60 D, only 0.2 D larger than the gas-phase result. Our results also show that the dipole moment of the phenoxy radical in the acetonitrile cluster (µ cl ) 5.02 D) is significantly increased by comparison with the gas-phase value (µ g ) 4.07 D). We also note a significant increase of the phenol dipole moment from µ g ) 1.39 D to µ cl ) 1.97 D. The latter value is close to the liquid-phase effective dipole moment of phenol (µ l ) 2.11 D) proposed by Jorgensen and Nguyen. 36 A cubic cell with periodic boundary conditions was used in the simulations. The simulated solutions included one solute molecule (phenol or phenoxy radical) and 216 benzene or 500 acetonitrile molecules (N S ). The interactions were truncated at a cutoff distance R c . The initial configuration was generated randomly. The maximum displacement of the molecules was self-adjusted to give an acceptance ratio around 50%. The volume has been perturbed once every five complete loops over all molecules in the cubic cell. Each step involved the attempt to move one molecule of the system. At least 10 8 steps were carried out for equilibration. Average values were calculated over 8.6 × 10 8 (benzene) or 10.0 × 10 8 (acetonitrile) additional steps. Long simulations are needed for reliable estimation of the solvent relaxation energies. As we shall see later, the relaxation energy and the solvation enthalpies obtained here are statistically converged. The Monte Carlo simulations were performed with the DICE program. 43 Photoacoustic Calorimetry. The photoacoustic calorimetry (PAC) setup and the experimental technique used to determine the PhO-H bond dissociation enthalpies in benzene and acetonitrile were described in detail elsewhere. 10, 15, 44 We have used the time-resolved version of the technique (TR-PAC) in the experiments with both solvents. The phenol concentrations were 1.5 × 10 -3 and 0.1 M in benzene and in acetonitrile, respectively (the higher concentration used in acetonitrile is due to a slower kinetics in this solvent due to hydrogen bonding). The results refer to 298 K and represent the average of five independent experiments. The assigned uncertainties are twice the standard deviation of the mean in each case.
Reaction-Solution Calorimetry. The enthalpies of solution of phenol in benzene and in acetonitrile were determined with an isoperibol reaction-solution calorimeter. 45 Solute concentrations varied between 1 × 10 -2 and 2 × 10 -2 M. The results refer also to 298 K and represent the average of four (acetonitrile) or five (benzene) independent experiments. The uncertainties are twice the standard deviation of the mean in each case.
Materials. Phenol (Aldrich, 99+%) was sublimed in a vacuum and kept under nitrogen prior to use. Acetonitrile and benzene (Aldrich) were of HPLC grade and used as received. 
Di-tert-butylperoxide (Aldrich), used to produce the tert-butoxy radicals, which abstracted the hydrogen atom from PhOH, was purified according to a literature procedure. 46 o-Hydroxybenzophenone (Aldrich), used to calibrate the PAC setup, was recrystalized twice from an ethanol-water mixture.
Results and Discussion
Energetics of Solvation: Microsolvation Results. The optimized structures for clusters of phenol and phenoxy radical with one and two benzene molecules are presented in Figure 1 , and the corresponding binding energies are reported in Table  2 . The PhOH-(C 6 H 6 ) 1 cluster is stabilized dominantly by the interaction of the phenol O-H dipole with the benzene ring. The distance between the hydroxylic hydrogen and the center of the benzene ring ( Figure 1a ) is 2.81 Å. The binding energies obtained at B3LYP/6-311++G(d,p) level are 2.08 kcal mol -1 (∆E, uncorrected for BSSE) and 1.46 kcal mol -1 (∆E(BSSE), after correction to BSSE). The structure of the PhOH-(C 6 H 6 ) 2 cluster indicates that it is further stabilized by a hydrogen bonding of 2.48 Å (see Figure 1b) . The ∆E(BSSE) is 1.91 kcal mol -1 at the B3LYP/6-311++G(d,p) level. This binding energy reported for the PhOH-(C 6 H 6 ) 2 cluster is referred to its dissociation into PhOH and two benzene molecules in the optimized structure of the dimer (C 6 H 6 ) 2 .
The structures of phenoxy radical-benzene clusters indicate that these clusters are stabilized by the interactions between the phenoxy radical C-O dipole and the quadrupole moment of the benzene. O-H distances are ∼2.49 Å. ∆E(BSSE) is 0.46 kcal mol -1 for PhO • -(C 6 H 6 ) 1 and 0.91 kcal mol -1 for PhO • -(C 6 H 6 ) 2 at the B3LYP/6-311++G(d,p) level.
The corresponding optimized structures for the clusters of phenol and phenoxy radical with one and two acetonitrile molecules are shown in Figure 2 . Binding energies, obtained with a similar procedure as in the case of benzene, are also reported in Table 2 . The PhOH-(CH 3 CN) 1 cluster (Figure 2a) shows a N‚‚‚H distance of 1.99 Å, which is related to the headto-tail interaction between the O-H dipole of phenol and the dipole along the acetonitrile C 3V axis. The ∆E(BSSE) binding energy of this structure is 5.12 kcal mol -1 (B3LYP/6-311++G-(d,p)), which is in excellent agreement with the value of 5.3 kcal mol -1 reported by Kryachko and Nguyen. 47 The PhOH-(CH 3 CN) 2 cluster ( Figure 2b ) is additionally stabilized by the antiparallel dipolar interactions between the acetonitrile molecules, which also determine the structure of the acetonitrile dimer. As in the case of benzene, the binding energy for PhOH-(CH 3 CN) 2 cluster refers to its dissociation into PhOH and the acetonitrile dimer (CH 3 CN) 2 , optimized separately. At the B3LYP/6-311++G(d,p) level, ∆E(BSSE) is 6.75 kcal mol -1 .
The structures of phenoxy radical with one and two acetonitrile molecules are apparently stabilized by O‚‚‚H and N‚‚‚H hydrogen bonding. Binding energies are now 3.03 and 4.02 kcal mol -1 for phenoxy radical with one and two acetonitrile molecules, respectively.
In summary, with the largest basis set, B3LYP/6-311++G-(d,p), the DFT results for the microclusters indicate that the differences between phenol and phenoxy radical interactions with the nearest solvent molecule are ca. -1.0 kcal mol -1 for benzene and ca. -2.0 kcal mol -1 for acetonitrile.
Energetics of Solvation: Monte Carlo Results. H SX and H SS
/ represent, respectively, the total enthalpies of the solution (per solute molecule) and the pure liquid for systems with N S solvent molecules. They are defined by eqs 3 and 4, where E SX is the solute-solvent energy, E SS is the solvent-solvent energy, and E SS / is the solvent-solvent energy in the pure liquid. V* and V are the volumes of the pure liquid and the solution, respectively.
The solvation enthalpy of the gas-phase solute species X (PhOH or PhO • ) can be calculated from eq 5:
/ is the solvent relaxation enthalpy, ∆E R is the solvent relaxation energy, and p∆V R is the solvent 
relaxation volume contribution to the solvation enthalpy, which is negligible under normal conditions. The estimation of solvation enthalpies from eq 5 is difficult because of the slow convergence of the solvent relaxation enthalpy (∆H R ), calculated as the difference between two large and fluctuating numbers. 48, 49 The convergence of this quantity as a function of the number of MC steps is illustrated in Figure 3 for the case of acetonitrile as solvent. The convergence is obtained after ca. 6 × 10 8 MC steps. However, it is interesting to note that the solvent relaxation is sizable both for phenol and phenoxy radical but the differential relaxation enthalpy nearly cancels. Hence, although both solutes induce significant solvent reorganization energies (12.2 ( 1.2 kcal mol -1 for phenol and 11.3 ( 1.1 kcal mol -1 for the phenoxy radical), the contribution to the differential enthalpy is mild. A similar result is obtained in the case of benzene as solvent. Table 3 reports the thermodynamic data obtained from the MC simulations of the pure liquids and solutions. The solvation enthalpy of phenol in benzene, ∆ sln H°(PhOH,g), predicted by the simulations (-11.4 ( 0.7 kcal mol -1 ) is in good agreement with the experimental result (-12.1 ( 0.2 kcal mol -1 ). This value was obtained by subtracting the standard enthalpy of sublimation of phenol (16.42 ( 0.12 kcal mol -1 ) 50 from the enthalpy of solution of phenol in benzene (4.30 ( 0.14 kcal mol -1 ) measured by reaction-solution calorimetry.
For the solvation of phenoxy in benzene, the Monte Carlo simulation led to ∆ sln H°(PhO • ,g) ) -11.9 ( 0.9 kcal mol -1 . The surprising feature of this result, taken together with the one above for phenol, is that the differential solvation enthalpy, ∆ sln H°(PhOH,g) -∆ sln H°(PhO • ,g), in benzene is quite small: within the estimated error bars, the solvation enthalpies of phenol and phenoxy radical in benzene are identical.
The MC result for ∆ sln H°(PhOH,g) in acetonitrile is -14.9 ( 1.2 kcal mol -1 , in very good agreement with the experimental value, -14.2 ( 0.1 kcal mol -1 (obtained from the sublimation enthalpy of phenol given above and the measured enthalpy of solution of phenol in acetonitrile, 2.20 ( 0.05 kcal mol -1 ). Finally, our theoretical prediction for the solvation enthalpy of the phenoxy radical in acetonitrile is -14.3 ( 1.1 kcal mol -1 , implying that the MC method predicts ∆ sln H°(PhOH,g) -
The very good agreement between the theoretical and experimental solvation enthalpies of phenol in both benzene and acetonitrile is a clear indication of the reliability of the present modeling of the solute-solvent interactions. This supports the predictions of the solvation enthalpies for the phenoxy radical.
PhO-H Bond Dissociation Enthalpy. The experimental values obtained from the TR-PAC experiments for DH°s ln -(PhO-H) in benzene and in acetonitrile are 90.9 ( 1.3 and 92.9 ( 0.9 kcal mol -1 , respectively. As explained at the Introduction, both results rely on the estimate ∆ sln H°(H • ,g) ) 1.2 ( 0.2 kcal mol -1 , 8 which in turn relies on the assumption that the solvation enthalpies of the hydrogen atom and the hydrogen molecule are similar. 51 In a recent study, we have obtained the enthalpy of hydration for the hydrogen atom using a classical MC simulation. 23 The result was indeed in good agreement with the experimental value for the hydration of H 2 . A similar procedure was adopted here to obtain an independent estimate of the enthalpy of solvation of H • . In acetonitrile, we found that ∆ sln H°(H • ,g) ) 1.39 ( 0.84 kcal mol -1 and ∆ sln H°-(H 2 ,g) ) 1.32 ( 0.66 kcal mol -1 .
As also pointed out before (see Introduction), when the above TR-PAC results are used to derive the gas-phase PhO-H bond dissociation enthalpy through eq 1, the enthalpy of solvation of the hydrogen atom cancels out (provided that we take the same value used to calculate DH°s ln (PhO-H)). Therefore, the only relevant term in eq 1 is the differential solvation enthalpy, ∆ sln H°(PhOH,g) -∆ sln H°(PhO • ,g). A summary of our theoretical calculations for this quantity is presented in Table 4 . Here, it is noted that there is a general good agreement between the selected value for the gas-phase PhO-H bond dissociation enthalpy, DH°(PhO-H) ) 88.7 ( 0.5 kcal mol -1 (which is also in very good agreement with a recent G3(MP2) calculation, 89.9 kcal mol -1 ) 9 and the computational results for the differential solvation enthalpies together with the values obtained from the TR-PAC experiments for DH°s ln (PhO-H) in benzene and in acetonitrile.
Results for ∆ sln H°(PhOH,g) -∆ sln H°(PhO • ,g) based on ECW model 13 and on the assumption that the differential solvation enthalpy is only due to the intermolecular hydrogen bond between PhOH and the solvent 11 are -2.1 (benzene) and -4.5 kcal mol -1 (acetonitrile). Both are more negative than micro- a NS is the number of solvent molecules; Rc is the cutoff distance (in Å) for the interactions between the solute (X) and the solvent (S); HSS ) ESS + pV is the enthalpy of the solvent in the solution, and H SS / ) E SS / + pV is the enthalpy of pure solvent (E SS / and V* represent, respectively, the energy and the volume of the pure solvent); F* and F are, respectively, the densities (in g cm -3 ) of the pure solvent and solution; ∆slnH(X,g) ) ESX + ∆HR -RT is the solvation enthalpy of the solute species X. Values in parentheses are solvent relaxation enthalpies (∆HR ) HSS -H SS / ). Energy and enthalpy values are in kcal mol -1 .
b Experimental value of ∆slnH(PhOH,g). See text.
solvation or Monte Carlo predictions, particularly in the case of acetonitrile (Table 4) . Therefore, the ECW predictions clearly overestimate the solvent effect, mainly in the case of the polar solvent. An alternative way of looking into our results (which is more appropriate for a computational chemist who usually calculates gas-phase data) is using the recommended gas-phase PhO-H bond dissociation enthalpy, together with the microsolvation or the Monte Carlo results, to predict DH°s ln (PhO-H). It is observed in Table 4 that the theoretical predictions for ∆ sln H°-(PhOH,g) -∆ sln H°(PhO • ,g) lead to a general good agreement with experiment. For example, using the microsolvation approach, DH°s ln (PhO-H) in benzene is 90.9 kcal mol -1 (which coincides with experiment), and the Monte Carlo prediction is 89.4 ( 1.2 kcal mol -1 . In acetonitrile, the Monte Carlo result is 90.5 ( 1.7 kcal mol -1 , in fair agreement with experiment (92.9 ( 0.9 kcal mol -1 ). The microsolvation result for the cluster with two acetonitrile molecules (92.7 kcal mol -1 ) is also in keeping with the experimental value.
Interestingly, although the microsolvation approach does not take into account the solvent relaxation contributions, it predicts a DH°s ln (PhO-H) value in very good agreement with experiment. For the present systems, the difference between the solvent relaxation enthalpies of phenol and phenoxy radical is very small. If it is neglected, microsolvation and Monte Carlo results are very close. However, we stress that the agreement is very dependent on the recommended value for DH°(PhO-H). If we take the G3(MP2) value for this quantity (89.9 kcal mol -1 ), which is only 1.2 kcal mol -1 above the recommended experimental value, then the Monte Carlo results are much closer to experiment.
There are not many compounds for which bond enthalpy data are available both in solution and in the gas phase. On the other hand, although computational thermochemistry has reached a stage where the results rival in accuracy with those obtained from experiments, 52 most in-silico studies involve the isolated molecule (ideal gas phase). It is thus important to develop theoretical methodologies to bridge the data for those two physical states, because they will afford accurate thermochemical values also in solution. The data in Table 4 seem to confirm that the theoretical approaches used in our studies are in keeping with that goal, although not quite reaching "chemical accuracy" (ca. 1 kcal mol -1 ).
The second general conclusion that can be drawn from the data in Table 4 is that the solution-and the gas-phase bond dissociation enthalpy values are much closer to each other than anticipated. In fact, ∆ sln H°(PhOH,g) -∆ sln H°(PhO • ,g) could be expected to be small in nonpolar solvents such as benzene, under the reasonable assumption that the interactions of phenol and phenoxy radical with benzene are very similar. Even if the differential solvation enthalpy is identified with the intermolecular hydrogen bond between phenol and benzene, the difference DH°(PhO-H) -DH°s ln (PhO-H) would be less than ca. -3 kcal mol -1 11 (compared with -2.2 ( 1.4 kcal mol -1 from the experimental data in Table 4 ). However, for a solvent like acetonitrile, which is able to form strong hydrogen bonds with phenol, we were not expecting a small correction for the differential solvation energetics: the same assumption 11 would lead to DH°(PhO-H) -DH°s ln (PhO-H) ≈ -6 kcal mol -1 (-4.2 ( 1.0 kcal mol -1 from experiment). Such assumption neglects several important aspects, such as the stabilization of the phenoxy radical by the solvent and the solvent relaxation that is induced by the presence of the solute.
Recalling eqs 1 and 5, we can also write the solvent contribution to the bond dissociation enthalpy (eq 1) as
The influence of the solvent on the bond dissociation enthalpy difference will be negligible if the change in the solute-solvent interaction energy, ∆E SX ) E SX (PhOH) -E SX (PhO • ), and the change in the solvent relaxation enthalpy, ∆∆H R ) ∆H R (PhOH) -∆H R (PhO • ), are very small. These terms will partially cancel each other because the former is expected to be negative whereas ∆∆H R will be positive (see Table 3 ). As mentioned above, ∆ sln H°(H • ,g) is expected to be small, ca. 1 kcal mol -1 . Figure 4 shows the behavior of the solute-solvent interaction energy as a function of the center-of-mass distance from the solute, E SX (r). These averages were calculated over 400 uncorrelated configurations. The inset shows the phenol-phenoxy change, ∆E SX (r), which is the term contributing to the solvent effect in eq 6. When phenol or phenoxy radical are solvated in benzene (top of Figure 4 ), we can see that E SX (r) converges at r ≈ 12.5 Å. However, ∆E SX (r) converges at a much shorter distance, r ≈ 7.7 Å (inset of Figure 4 , top). This corresponds precisely to the position of the first minimum of the center-ofmass radial distribution function of phenol and phenoxy radical in benzene (see section Structure), strongly suggesting that the contribution of the solute-solvent interaction to the differential solvent effect can be correctly estimated by considering only the interactions between the solute (phenol or phenoxy radical) and the solvent molecules in the first coordination shell. In the present case, this corresponds to 13 benzene molecules. Figure  4 (top inset) also shows that including only a few benzene molecules of the first coordination shell leads to an overestimate of ∆E SX .
The behavior of the solute-solvent interaction E SX for phenol and phenoxy radical in the case of acetonitrile is quite different (bottom of Figure 4) . Our results clearly show that, in this case, E SX (r) converges only at a larger distance r ≈ 17.0 Å. Moreover, ∆E SX (r) also converges at nearly the same distance. The analysis of the center-of-mass radial distribution function indicates that for DH°s ln (PhO-H) in benzene and in acetonitrile, respectively. b The enthalpy of solvation of the hydrogen atom was taken as 1.2 kcal mol -1 in both solvents. c Obtained from eq 1 using the recommended gasphase value, DH°(PhO-H) ) 88.7 ( 0.5 kcal mol -1 . (6) this corresponds to 250 acetonitrile molecules. The inset now shows that ∆E SX (r) has a more complex behavior. Even considering all solvent molecules within the first solvation shell, corresponding to r ) 7.0 Å, the differential solute-solvent interaction is far from the converged value. The hydrogen bond that occurs in the solute-solvent interaction is different for phenol and phenoxy radical, and this leads to a more negative ∆E SX at the center-of-mass distance of 6.0 Å, compared to the converged value. This observation reveals yet another aspect not contemplated by the simplifying assumption above, where the differential solvation enthalpy, ∆ sln H°(PhOH,g) -∆ sln H°-(PhO • ,g), is identified with the enthalpy of the PhOH‚‚‚S hydrogen bond. The long-range behavior of E SX (r) in the case of acetonitrile relates to the dipolar interactions between the polar solute and the polar solvent molecules. A similar conclusion was also obtained from solvatochromic shifts in UVvisible spectra. Whereas the red shift of the first absorption transition of benzene in water is converged by including only the first solvation shell, 53 the case of formaldehyde in water requires the inclusion of the outer solvation shells. 54, 55 Therefore, it seems safe to conclude that the solute-solvent interaction for the case of a polar solute in a polar solvent extends to a long range. Hence, our results indicate that a microsolvation approach is still not able to correctly model the solvation in the general case, although it should be recognized that the numerical error involved is not large. Moreover, when the microsolvation method is applied to estimate a differential solvation enthalpy (as in our case), the errors caused by considering a small number of solvent molecules are likely to partially cancel. 56 At the origin of the small value for ∆ sln H°(PhOH,g) -∆ sln H°-(PhO • ,g) is the dipole moment of the solute. Because the dipole moment of the phenoxy radical is considerably larger than the dipole moment of phenol, one could be lead to expect that the radical would be significantly more stabilized by the solvent than phenol, leading to a decrease in DH°s ln (PhO-H) (Katritzky et al. emphasized the importance of solvent effects in differential solvation when the radical formed in the reaction has a larger dipole moment than the reactant). 57 In other words, the bond dissociation enthalpy in solution would be smaller than the gas-phase value, DH°(PhO-H). Yet, this is in clear contrast with the present experimental and theoretical results.
DH°(PhO-H) -DH°s ln (PhO-H) )
As Figure 4 shows, the solute-solvent interaction energy is less negative for the phenoxy radical than for phenol in both solvents. Let us consider first the case of acetonitrile. For short solute-solvent distances, the phenol-acetonitrile hydrogen bond is stronger than the phenoxy-acetonitrile interaction, so this partially compensates for the smaller dipole moment of phenol. Indeed, the phenol-acetonitrile interaction is ca. 2.0 kcal mol -1 stronger than the phenoxy-acetonitrile interaction ( Table 2 ). For benzene, the interaction of the first molecule is also stronger for phenol than for phenoxy. However, a second aspect is needed to explain the long range behavior in the case of acetonitrile. We contend that for larger distances from the solute molecule the solvent molecules interact significantly with the dipole moment of the hydrogen-bonded complex, phenolacetonitrile or phenoxy-acetonitrile. Thus we should compare not the dipole moments of gas-phase phenol and phenoxy radical but the dipole moments of the hydrogen-bonded complexes phenol-acetonitrile and phenoxy-acetonitrile. Using the configurations generated by the MC simulation, we extracted 45 uncorrelated configurations, composed of the solute and the hydrogen-bonded solvent, using a procedure that has been successfully used before. 58 Subsequent quantum mechanical calculations of the dipole moment of the complex was performed at the B3LYP/6-31+G(d,p) level. The results indicate that the dipole moments are similar: 6.4 ( 0.6 D for phenol-acetonitrile and 6.9 (1.8 D for phenoxy radical. The larger variation in the case of phenoxy reflects the larger possibilities of hydrogenbond structures in this case.
Our MC results confirm that the net solvent effects on the PhO-H bond enthalpy are small for the solvation in benzene and in acetonitrile. In the case of benzene, we see in Table 3 that both the average solute-solvent energies (E SX ) for phenol and phenoxy radical (-20.20 ( 0.01 and -19.02 ( 0.23 kcal mol -1 , respectively) and the solvent relaxation enthalpies, ∆H R , are very similar (9.4 ( 0.7 and 7.7 ( 0.9 kcal mol -1 , respectively). These results imply that ∆ sln H°(PhOH,g) -∆ sln H°(PhO • ,g) is close to zero and the net solvent contribution on the PhO-H becomes very small (Table 4) .
For acetonitrile, the solvent contribution, as predicted by the MC calculations, is also small, amounting to less than 1 kcal mol -1 . Again, this is related to the small difference between the average solute-solvent interaction energies, E SX , of phenol and phenoxy radical with acetonitrile (∆E SX ) -1.5 kcal mol -1 ). Solvent relaxation energies are also very similar (12.2 ( 1.2 and 11.3 ( 1.1 kcal mol -1 , respectively), leading to a contribution of only 0.9 kcal mol -1 for ∆∆H R (eq 9).
Before concluding this section, we should mention that the previous cases, involving benzene and acetonitrile, are different from the case of phenol and phenoxy radical in water, where the solvent increases the bond dissociation enthalpy compared to the gas-phase value by as much as 7 kcal mol -1 . In water, most of the solvent effect derives from the difference in solutesolvent interaction. 23 Differential Solvation Gibbs Energy of Phenol and Phenoxy Radical in Benzene and Acetonitrile. We have used thermodynamic perturbation theory [24] [25] [26] [27] to evaluate the difference between the solvation Gibbs energy of phenol and phenoxy radical. The method is based on the following relation for the 
Gibbs energy difference between systems i and j:
where the average corresponds to sampling using system i.
If denotes a geometric or potential function parameter, a coupling parameter λ connecting systems i and j can be defined as
The connection between systems i and j is then possible by mutating one system to another as λ goes from 0 to 1. In our simulations, phenol is mutated into phenoxy radical by scaling the charges reported in Table 1 according to eq 8. It was assumed that the geometry and the Lennard-Jones parameters of the solutes are not modified during the mutation. This assumption means that the main difference between the solvation of phenol and phenoxy radical should be related to electrostatic interactions. It is important to note that the hydrogen atom of the phenol OH group is represented in the simulation only by the Coulomb charge (see Table 1 ). Therefore, the H atom vanishes when the charge becomes zero. The coupling parameter λ can be also very useful to analyze the modifications on the solute-solvent correlations when phenol (λ ) 0) mutates into phenoxy (λ ) 1). This analysis is made below, starting with the case of acetonitrile as solvent. Gibbs energy differences during the mutation are reported in Table 5 . The hysteresis of the results is quite small, reflecting that the ∆λ's are adequate. We predict that for the "interconversion" of phenol to phenoxy radical in benzene ∆ solv G is quite small (0.21 ( 0.16 kcal mol -1 ). For the solvation in acetonitrile, we find that ∆ solv G ) 1.66 ( 0.32 kcal mol -1 . Experimental results are apparently not available for comparison.
Structure. The structure of the solutions of phenol and phenoxy radical in benzene and acetonitrile can be discussed in terms of the radial distribution function (RDF). 35 The partial RDF G R (r) describes the correlation between two sites R (at the origin) and at a distance r from R. Let V(r,∆r) be the volume of a spherical shell of radius r and thickness ∆r centered at R and N (r,∆r) the average number of sites in this shell. G R (r) ≡ F (r)/F, where F (r) ) 〈N (r,∆r)〉/V(r,∆r) and F ) N/V is the average number density of the system. Figure 5 shows the center-of-mass (cm-cm) RDF of the conversion from phenol (λ ) 0) to phenoxy radical (λ ) 1) in acetonitrile. Although only the limit cases of λ ) 0 and λ ) 1 have physical significance, the plot is illustrative to see the structural change during the conversion. The RDFs are indeed very similar and do not show sensitive changes from phenol to phenoxy. Only a minor shoulder can be seen around r ) 3.9 Å, reflecting the organization of the acetonitrile molecules around the phenol OH group. A similar but more pronounced shoulder could also be observed in the case of phenol in water, studied previously. 23 For all λ values, the RDF is characterized by the presence of a strong peak centered at r ) 5.45 Å for phenol and slightly shifted to r ) 5.55 Å in the case of phenoxy. Spherical integration of these functions up to the first minimum (7.0 Å) yields 17 molecules, which is the number of acetonitrile molecules in first coordination shell of phenol. As the solute molecule is converted from phenol to phenoxy radical, the coordination number changes by less than one solvent molecule. Overall, these results confirm that the outer molecules of solvent are structured much the same for phenol and phenoxy radical. Most of the possible changes can be seen only in the hydrogenbond coordination. In the case of phenol, the OH group can form hydrogen bonds by acting both as a hydrogen donor and as a hydrogen acceptor. In the case of the phenoxy radical only the hydrogen acceptor site of this group remains. Figure 6 shows the RDF G Hx-N (r), which represents the partial radial distribution functions describing the correlations between the mutating hydrogen atom of phenol OH group and the nitrogen atom of acetonitrile. The first peak of this function is an intense and sharp maximum starting at r ) 1.55 Å, ending at r ) 2.55 Å, and reaching the value of 4.9 when λ ) 0. This reflects the H‚‚‚N hydrogen-bond interaction between the hydrogen in the phenol OH group and the acetonitrile molecules. The maximum shows an interesting behavior as a function of λ: it is shifted to the right and drops quickly toward zero when λ increases. For λ ) 0.25, the function is similar to the case of λ ) 0 but less intense (the maximum reaches the value of 2.9) and similarly for λ ) 0.5 (maximum at 1.0). For λ ) 1.0, the maximum disappears and now a broad distribution centered at 4.6 Å can be observed. Note that the change in λ also leads to a broadening of the RDF first peak, which entirely compensates for the decrease in intensity. Spherical integration of these peaks give essentially the value of 1.0 for the λ values considered. We conclude that the number of H x ‚‚‚N hydrogen bonds formed is constant during the early stages (λ e 0.5) of the "interconversion" of phenol into phenoxy radical, until it totally disappears for the phenoxy case. Figure 7 shows the RDF between the oxygen of phenol or phenoxy radical and the hydrogen atom of acetonitrile, G Ox-H (r). As before, when λ ) 0, this function describes the correlation between the oxygen atom of the phenol OH group and the hydrogen atoms of acetonitrile. When λ ) 1, the RDF describes the correlation between the oxygen atom of the phenoxy radical and the hydrogen atoms of acetonitrile. In all cases, a first coordination corresponding to the hydrogen bond shells is easily discernible. As λ increases, corresponding to the change from phenol to phenoxy radical, the number of nearby molecules also increases. In part, this is due to the elimination of the OH group hydrogen. Repulsive interactions between this atom and the acetonitrile hydrogen atoms may hinder access to the O site in the case of phenol. The total number of molecules in this solvation shell changes from 1.3 (phenol) to 1.9 (phenoxy radical). For phenol, the RDF exhibits a first coordination shell ranging from 2.0 to 3.35 Å and presents a maximum of 1.0 at r ) 2.55 Å. Spherical integration up to the first minimum at r ) 3.35 Å yields 1.3, which is the average number of acetonitrile molecules in close interaction with the phenol OH group. When λ increases, the local order around the OH group is significantly modified and the maximum of G Ox-H (r) increases considerably, leading to an increased coordination number. For λ ) 0, 0.25, 0.5, and 1.0, the coordination numbers are, respectively, 1.3, 1.4, 1.7, and 1.9. This behavior when the solute mutates from phenol to phenoxy radical indicates that the differential solvation of phenol-phenoxy involves some reorganization around the oxygen atom of the solute.
We now analyze the solvation structure in the case of benzene. Contrary to acetonitrile, benzene is a nonpolar solvent and, also very importantly, a weak hydrogen donor. Figure 5 shows the RDF for the center-of-mass distance. The first peak is relatively stable for the different λ values with maximum of 1.74 (λ ) 0) and 1.85 (λ ) 1). The structures of these peaks are similar, and they all end at r ) 7.75 Å with a coordination number of 13 benzene molecules. These RDF are indeed very similar and do not show sensitive changes from phenol to phenoxy radical. Figure 6 shows the RDF G Hx-C (r) that describes the correlation between the hydrogen atom of phenol (λ ) 0) OH group and the carbon atoms of benzene. It shows a peak centered at r ) 2.75 Å. Spherical integration of this peak up to its minimum at r ) 3.65 Å gives a coordination of 1.0, indicating some important structure close to the hydrogen atom of phenol. Figure 1a illustrates one of these structures where the hydrogen atom of phenol interacts directly with the center of mass of the nearby benzene molecule. As λ changes from zero, this structure completely disappears, and of course, it cannot persist in the case of phenoxy radical.
In complement, Figure 7 shows the RDF G Ox-H (r) involving the oxygen atom of the phenol (λ ) 0) or phenoxy radical (λ ) 1) and the hydrogen atom of benzene. For phenoxy radical, a clear structure can be seen with a maximum at r ) 2.75 Å. Integration up to the first minimum yields a coordination number of 1.4. For λ ) 0, this structure cannot be seen. This is possibly related to repulsive interactions between the hydrogen atom of the phenol OH group and the benzene hydrogen atoms. In this case, some structure only appears for larger r values. The first peak for phenol is centered at r ) 3.95 Å from the oxygen atom of phenol.
Conclusions
Density-functional theory calculations, Monte Carlo simulations, and thermodynamic perturbation theory calculations were carried out to analyze the differences between the solvation of phenol and phenoxy radical in benzene and acetonitrile. The theoretical results for the solvation of phenol in benzene and acetonitrile were complemented by time-resolved photoacoustic and isoperibol reaction-solution calorimetry measurements of solution-phase bond dissociation enthalpies and solvation enthalpies, respectively. We found a good agreement for the solvation enthalpies of phenol between Monte Carlo (-11.4 ( 0.7 kcal mol -1 in benzene and -14.9 ( 1.2 kcal mol -1 in acetonitrile) and experimental (-12.1 ( 0.2 kcal mol -1 in benzene and -14.2 ( 0.1 kcal mol -1 in acetonitrile) results. This agreement supports the reliability of the present theoretical predictions of the phenoxy radical solvation enthalpies in benzene (-11.9 ( 0.9 kcal mol -1 ) and acetonitrile (-14.3 ( 1.1 kcal mol -1 ), from which values of the differential solvation enthalpies ∆ sln H°(PhOH,g) -∆ sln H°(PhO • ,g) could be derived. An alternative method of estimating this quantity, using DFT calculations applied to microclusters of PhOH or PhO • and one or two solvent molecules, was also used. The results are all displayed in Table 4 , and a good general agreement is observed between the theoretical predictions and the experimentally derived values for ∆ sln H°(PhOH,g) -∆ sln H°(PhO • ,g), both in benzene and in acetonitrile.
The main conclusion from the present results is, however, that the widely adopted procedure of identifying ∆ sln H°(PhOH,g) -∆ sln H°(PhO • ,g) with the enthalpy of the hydrogen bond between PhOH and the solvent leads to an underestimation of the correct value (i.e., leads to a more negative value). This can be understood because the hydrogen-bond-only procedure does not take into account the energetic stabilization of the phenoxy radical due to the interactions with the solvent molecules. This stabilization is more significant in polar than in nonpolar solvents.
The convergence of the solute-solvent interactions was analyzed as a function of the distance to the solute. This analysis was important to discuss the limitations of local models such as microsolvation or hydrogen-bond-only. As a final conclusion, we observe that although the microsolvation results for the differential solvation of phenol and phenoxy radical are in good agreement with experiment, this approach should be used with caution. Our results clearly indicate that a correct description of solvation should preferentially include converged solutesolvent interactions and solvent relaxation contributions.
